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Abstract
The applicability of utilizing activities instead of concentrations in kinetic expressions has been investigated using the reaction of CO2 in
sodium hydroxide solutions also containing different neutral salts (LiCl, KCl and NaCl) as model system. For hydroxide systems it is known
that when the reaction rate constant is based on the use of concentrations in the kinetic expression, this “constant” depends both on the counter-
ion in the solution and the ionic strength which is probably caused by the strong non-ideal behavior of various components in the solution.
In this study absorption rate experiments have been carried out in the pseudo-ﬁrst-order absorption rate regime. The experiments have been
interpreted using a new activity based kinetic rate expression instead of the traditional concentration-based rate expression.
A series of CO2 absorption experiments in different NaOH (1, 1.5, 2.0mol l−1)–salt (LiCl, NaCl or KCl)–water mixtures has been carried
out, using salt concentrations of 0.5 and 1.5mol l−1 all at a temperature of 298K. Interpretation of the data additionally required the use of
an appropriate equilibrium model (needed for the calculation of the activity coefﬁcients), for which, in this case, the Pitzer model was used.
The additions of the salts proved to have a major effect on the observed absorption rate. The experiments were evaluated with the traditional
concentration based-approach and the “new” approach utilizing activity coefﬁcients. With the traditional approach, there is a signiﬁcant inﬂuence
of the counter-ion and the hydroxide concentration on the reaction rate. The evaluation of the experiments with the “new” approach—i.e.
incorporating activity coefﬁcients in the reaction rate expressions—reduced the inﬂuence of the counter-ion and the hydroxide concentration on
the reaction rate constant considerably. The absolute value of the activity based-reaction rate constant kmOH−() for sodium hydroxide solutions
containing either LiCl, KCl or NaCl is in the range between 10 000 and 15 000 kg (kmol−1 s−1) compared to the traditional approach where
the value of the lumped reaction rate constant kOH− is between 7000 and 34 000m
3 (kmol−1 s−1).
Therefore, it can be concluded that the application of the new methodology is thought to be very beneﬁcial especially in processes where
“the thermodynamics meet the kinetics”. Based on this it is anticipated that the new kinetic approach will ﬁrst ﬁnd its major application in the
modeling of integrated processes like Reactive Distillation, Reactive Absorption and Reactive Extraction processes where both, thermodynamics
and kinetics, are of essential importance and, additionally, activity coefﬁcients deviate substantially from unity.
 2007 Elsevier Ltd. All rights reserved.
Keywords: Absorption; Kinetics; Mass transfer; Mathematical modeling; Activity coefﬁcients; Carbon dioxide
∗ Corresponding author. Tel.: +31 53 489 2881; fax: +31 53 489 2882.
E-mail addresses: jens.haubrock@uni-dortmund.de,
j.haubrock@utwente.nl (J. Haubrock).
0009-2509/$ - see front matter  2007 Elsevier Ltd. All rights reserved.
doi:10.1016/j.ces.2007.06.018
1. Introduction
The kinetics of CO2 in caustic solutions, especially in sodium
hydroxide solutions, have been extensively studied within the
last decades by doing absorption rate experiments. In these
studies it has been found that the reaction rate constant is not
only dependent on the concentrations of the reacting species,
but also affected by the ionic strength of the caustic solution
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and the nature of the cations present in the hydroxide solu-
tion (Nijsing et al., 1959; Pohorecki and Moniuk, 1988; Kucka
et al., 2002). The following two reactions are generally accepted
to take place:
CO2 + OH− ⇀↽ HCO−3 , (1)
HCO−3 + OH− ⇀↽ CO2−3 + H2O. (2)
The rate of reaction 2 is signiﬁcantly higher than that of reac-
tion 1 as it involves only a proton transfer (Hikita and Asai,
1976) and therefore the ﬁrst reaction is rate determining for
the overall observed reaction rate. In literature, the kinetics of
reaction 1 are typically described using an irreversible-second-
order reaction rate expression (r = kOH− cCO2 cOH− ), where
all possible effects of non-idealities are lumped in the reac-
tion rate constant kOH− (Pohorecki and Moniuk, 1988; Kucka
et al., 2002). This approach is generally sufﬁcient to represent
the experimental data of a single speciﬁc study but lacks the
fundamental character of the reaction rate constant only being
a function of temperature.
In the present study it is attempted to derive a generally
applicable rate expression for the reaction of CO2 with OH−
in mixed electrolyte solutions based on the activities of the
species, and not on the commonly used concentrations. It is
studied whether the new approach will yield a reaction rate
constant that is (nearly) independent on the ionic strength and

























New data obtained from CO2 absorption experiments in
sodium hydroxide solutions containing variable amounts of var-
ious dissociating salts (LiCl, NaCl or KCl) are presented and
will be used to study the activity-based kinetic concept over a
wide range of liquid compositions. For the activity-based ap-
proach it is of course necessary to use activity coefﬁcients, and
in this study the Pitzer model (Pitzer, 1973) has been used for
this purpose. The newly developed kinetic expression is com-
pared to the traditional approach where “only” concentrations
are used.
2. Experimental section
2.1. Experimental setup and procedure
The absorption rate experiments needed to derive the kinetics
of the reaction of CO2 with OH− were carried out in a stirred
vessel with a smooth gas–liquid interface. The reactor was op-
erated batchwise with respect to the gas and liquid phases (see
Fig. 1). A similar setup was used by Derks et al. (2006) for
measuring fast reaction kinetics hence the setup is only shortly
described here. The reactor was completely made of glass,
thermostated and consisted of an upper and lower part, sealed
gas tight using an O-ring and screwed ﬂanges. The reactor was
equipped with magnetic stirrers in the gas (upper) and in the
liquid phase (lower). The stirring speed could be controlled
independently of one another. The dynamic pressure in the gas
supply vessel was measured using a digital pressure transducer
(Druck) while a constant pressure in the reactor was maintained
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by using a pressure controller (Brooks 5866). The pressure in
the reactor was monitored by a pressure transducer (Dresser),
with a maximum absolute deviation of 0.15mbar under the
experimental conditions applied. Furthermore, the temperatures
in the reactor and the gas supply vessel were measured by
means of PT 100 elements. Pressures and temperatures were
digitally recorded every second. The typical temperatures in
the reactor and the CO2 gas supply vessel were around 298K
and measured exactly during each experiment.
The partial CO2 pressure in the reactor was set at a pres-
sure between 6 and 16mbar. The total volume of the reactor
was 1070ml whereof around 600ml was ﬁlled with hydroxide
solution. The horizontal gas–liquid contact area in the reactor
was determined to be 71.5 cm2. The gas supply vessel had a
volume of 100ml and the pressure in that vessel at the start
of an experiment was close to 5 bar. The experimental proce-
dure for a batch experiment was as follows: a freshly prepared
alkaline-salt solution was charged into an evacuated reactor
from the liquid supply vessel where it was shortly degassed
under vacuum to remove possibly dissolved ambient gas. Af-
ter that, the vapor–liquid equilibrium was allowed to establish
in the reactor and the vapor phase pressure (pvap) was noted.
Pure CO2 from the gas supply vessel was introduced into the
reactor at a desired set-pressure which was maintained by
the pressure controller. The CO2 pressure was chosen to
meet the conditions for absorption in the so-called pseudo-
ﬁrst-reaction regime (Danckwerts, 1970) under the respective
experimental conditions. The stirrer in both phases was turned
on and the pressure in the gas supply vessel was monitored
for around 300 s. The pressure decrease in time is due to the
absorption of CO2 in the liquid and can be related to the kinet-
ics if the experiments are carried out in the pseudo-ﬁrst-order
absorption regime.
Some experiments have been carried out to measure the phys-
ical solubility of N2O. The physical solubility of N2O is related
to the physical CO2 solubility via the well-known N2O/CO2
analogy (Laddha et al., 1981). For these measurements the pro-
cedure was slightly different than described above (see also
Versteeg and Vanswaaij, 1988). In this case, after admittance
of N2O to the reactor, the valve between the supply vessel and
the reactor was directly closed and thereafter equilibrium was
awaited. The difference between the initial and end pressure
of N2O in the reactor can be used to determine the physical
solubility of N2O in the solution, and, therewith, the physical
solubility of CO2 in the same solution can be estimated. The
experimental procedure was validated with solubility experi-
ments of N2O in water, for which extensive and reliable lit-
erature data are available (Versteeg and Vanswaaij, 1988; Xu
et al., 1991). The physical solubility of N2O as obtained for
these validation experiments was within 5% of literature data.
3. Chemicals
Carbon dioxide (> 99.99 vol%; Hoekloos) was used without
further puriﬁcation. Sodium hydroxide (> 99%mass), sodium
chloride (> 99.5%mass), lithium chloride (> 99%mass) and
potassium chloride (> 99.5%mass) were purchased from
Merck and used as received. The solutions were prepared us-
ing deionized water and the actual hydroxide concentration
was determined by potentiometric titration.
4. Determination of the reaction rate constant from
experimental data
For fast gas–liquid reactions, a reliable determination of the
forward reaction rate constant using an analytical evaluation
method is only possible for irreversible pseudo-ﬁrst-order reac-
tion conditions as only in that regime an accurate analytical ex-
pression for the enhancement factor can be found (van Swaaij
and Versteeg, 1992). Moreover, in the pseudo-ﬁrst-order regime
the mass transfer coefﬁcient is not required for the evaluation
of the experiments. Hence, a possible error introduced by the
application of the mass transfer coefﬁcient can be avoided. For
irreversible reactions, reactions in the pseudo-ﬁrst-order regime





The Hatta-number for a pseudo-ﬁrst-order reaction is deﬁned






with kL being the mass transfer coefﬁcient and k1 being the
pseudo-ﬁrst-order reaction rate constant which traditionally
reads as follows:
k1 = kOH− · cOH− . (6)
The enhancement factor for instantaneous, irreversible reac-
tions in terms of the ﬁlm theory is expressed as follows (Baerns
et al., 1992):
E∞ = 1 + DOH−−solution cOH−
DCO2−solution cinterfaceCO2
. (7)
If the experimental conditions are chosen to obey the two rela-
tions 3 and 4, an approximate—but very accurate—analytical
solution can be applied to interpret the experiments. The two
above noted criteria (Eqs. 3 and 4) have been checked after
every experiment to ascertain the condition of a pseudo-ﬁrst-
order reaction: in all experiments referred to in this paper the
conditions of an irreversible pseudo-ﬁrst-order reaction have
been met. If the conditions for a pseudo-ﬁrst-order reaction are
fulﬁlled, the generic CO2 absorption rate (JCO2 A) is given by










In this expression the implicit assumption of the CO2 concen-
tration in the liquid bulk being zero is included. During the
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experiments the total pressure in the reactor was kept constant
by the pressure controller. Hence the total pressure was in fact
not depending on time. The partial pressure of CO2 in the reac-
tor was calculated from the experimentally observed pressure
according to the following relation:
pCO2,t=const. = ptot,t=const. − pvap. (9)
The absorption rate can then be calculated from the dynamic







5. Physical properties employed in the interpretation of
the ﬂux data
For the evaluation of the experimental data reliable physical
data are needed. Both the diffusion coefﬁcient of CO2 in the
hydroxide–salt solutions as well as the physical solubility of
CO2 in these solutions are physical properties required for the
evaluation of the experimental data. The dimensionless phys-
ical solubility of CO2 in the hydroxide–salt solution has been
estimated with the model suggested by Schumpe (1993). In this
model the dimensionless solubility of CO2 in mixed electrolyte
















(hi + hg)ci . (12)
The parameters hi and hg for the species of interest are given
in Table 1 (Schumpe, 1993). To validate Schumpe’s method
for the estimation of the physical solubility of CO2 in reactive
solutions (as described by Eqs. (11) and (12)), a limited number
of experimental determinations of the physical solubility of
N2O in hydroxide–salt solutions containing 1.5 kmolm−3 of
the particular salt has been carried out according to the method
as described in Section 2.
The experimental N2O solubility was converted to the CO2
solubility by using the well known CO2/N2O analogy (Laddha
et al., 1981) to be able to compare the experimentally deter-
mined solubility to the CO2 solubility predicted by Schumpe’s
method.
The values reported in Table 2 are dimensionless physical
solubilities (mCO2−Solution) but can also be converted to the










The experimentally derived dimensionless physical solubili-
ties reported in Table 2 are approximately 20% lower compared
Table 1
Parameters needed for the determination of the dimensionless CO2 solubility
(Schumpe, 1993)
Cation hi m3 Anion hi m3 Gas hi m3
(kmol−1) (kmol−1) (kmol−1)
Li 0.0691 OH− 0.0756 CO2 −0.0183
Na 0.1171 Cl− 0.0334
K 0.0959
Table 2
Dimensionless physical solubility mCO2−Solution of CO2 in caustic salt solu-
tions derived from (1) Schumpe’s method and (2) N2O solubility experiments
cNaOH Salt cSalt mCO2−Solution [–] mCO2−Solution [–]
(kmol m−3) (kmol m−3)
Schumpe Own measurements
1.7558 LiCl 1.47 0.31 0.26
0.986 LiCl 1.5 0.42 0.36
1.9181 NaCl 1.5 0.24 0.21
0.9876 NaCl 1.5 0.35 0.32
1.9382 KCl 1.5 0.26 0.22
0.979 KCl 1.5 0.38 0.32
to those estimated with Schumpe’s method (Schumpe, 1993).
Assuming the CO2/N2O analogy also holds for these solutions,
this indicates that the physical solubility of CO2 in caustic salt
solutions seems to be overpredicted with Schumpe’s method
with about 20% for all experiments. Nevertheless the estimation
method exhibits the same trend as the (indirectly) measured
CO2 solubility and also predicts a substantially higher CO2
solubility of solutions containing LiCl.
As experimental N2O data were not determined for all com-
binations/concentrations of salts mixtures, no attempt has been
made to adapt Schumpe’s parameters and it was decided to uti-
lize the physical solubilities estimated by Schumpe’s method to
evaluate the experimental absorption rate experiments to main-
tain consistency throughout this study.
The diffusivity of CO2 in aqueous electrolyte solutions as
needed in Eq. (8) was calculated from the application of the
Stokes–Einstein relationship (Eq. (14)) and the diffusivity of
carbon dioxide in water as given by Danckwerts (1970). The
use of the Stokes–Einstein relationship is generally accepted in
this form to calculate the diffusion coefﬁcient of carbon dioxide
in hydroxide solutions (Nijsing et al., 1959; Kucka et al., 2002).
DSolutionSolution = Dwaterwater = const., (14)




T [K]2 . (15)
The viscosities of hydroxide–salt solutions containing
1.5 kmolm−3 and 0.5 kmolm−3 of the particular salt have
been experimentally determined. The kinematic viscosities
have been measured with a Lauda Processor Viscosity System
2.49e. This semi-automated system comprises an oil thermostat
bath—in which the standardized capillary is immersed—and
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Table 3
Viscosities of salt solutions at 25 ◦C
cNaOH (kmolm−3) Salt cSalt (kmolm−3)  (mm2 s−1)
0 LiCl 0.5 0.9811
1.006 LiCl 0.5 1.1415
1.983 LiCl 0.5 1.3810
0 LiCl 1.5 1.0981
0.986 LiCl 1.5 1.3149
1.7558 LiCl 1.5 1.5465
0 NaCl 0.5 0.9498
0.9010 NaCl 0.5 1.1041
1.9468 NaCl 0.5 1.3434
0 NaCl 1.5 0.9948
0.9876 NaCl 1.5 1.2297
1.9181 NaCl 1.5 1.5255
0 KCl 0.5 0.9045
1.0014 KCl 0.5 1.0610
1.9592 KCl 0.5 1.2792
0 KCl 1.5 0.8531
0.9790 KCl 1.5 1.0497
1.9382 KCl 1.5 1.2934
a control unit. The temperature of the oil bath could be con-
trolled within ±0.1 ◦ C. The control unit is linked to a computer
to program the control unit and to read out and store the resi-
dence times of the ﬂuids in the capillary. The viscosity of every
solution listed below has been measured ﬁve times. The devi-
ation of the residence time was in all cases less than 3 s. This
corresponds to an error of around 2–3% in the derived value
of the diffusion coefﬁcient. The measured kinematic viscosities
are listed in Table 3.
For deriving the dynamic viscosities from the experimentally
determined kinematic viscosities the following basic equation
was applied (Bird et al., 1960):
 ·  = . (16)
As there are no data available on the density for the mixtures
used in the experiments presented here, an estimation method
had to be used. According to Sipos et al. (2001) the density of
a pure NaOH/water mixture at 25 ◦C can be calculated with the
following relation:
 = H2O + 46.92210mOH− − 4.46892m1.5OH− (g cm−3).
(17)
In this work it has been assumed that by replacing the molality
mOH− in Eq. (17) by the total anion molality of the solution, the
density of a mixed NaOH/salt/water mixture can be estimated.
Although this seems like a rough approach, the following will
show that it yields very acceptable results for the solutions of
importance in this study.
First experimental liquid density data of the pure salt/water
solutions (NaCl, KCl, LiCl and NaOH) (Lide, 2004) at 20 ◦C
were compared at a concentration of 3.5mol l−1 (highest total
concentration used in this study), as the difference in density
is expected to increase with concentration. The experimental
liquid density data from Lide (2004) have been used for inter-
polation to compare the liquid densities at exactly 3.5mol l−1.
The LiCl solution has a density of 1.079 g cm−3, the KCl solu-
tion a density of 1.153 g cm−3 and the NaCl solution a density
of 1.133 g cm−3 whereas a 3.5mol l−1 NaOH solution has a
liquid density of 1.135 g cm−3.
From the values given in the previous paragraph it can be con-
cluded that all density values are within 6.5% of each other. Sec-
ondly, considering now that a 3.5mol l−1 salt solution as used
in this study always contains 2mol l−1 NaOH and 1.5mol l−1
of LiCl, NaCl or KCl respectively, the density difference among
these three 3.5mol l−1 solutions is most likely lower than 6.5%.
The density difference of a pure salt/water solution (LiCl, NaCl
and KCl, respectively) at 2 and 3.5mol l−1 has been calculated
based on the experimental data of Lide (2004) and simply added
to the liquid density of a 2mol l−1 NaOH solution to obtain an
estimated density (assuming ideal mixing) for the mixture.
When comparing these “estimated” NaOH/salt/water densi-
ties with the liquid density of a single 3.5mol l−1 NaOH so-
lution as predicted by Eq. (17), the relative differences were
as follows: LiCl containing solution difference < 2.0%, NaCl
containing solution difference < 0.2% and KCl containing so-
lution difference < 0.9%.
These differences are so small, that it seems justiﬁed to esti-
mate the densities of the solutions using the total anion molality
in Eq. (17). The deviation of the kOH− values for LiCl-doped
solutions due to uncertainty in the density (which affects the
estimate of the viscosity and therewith the estimated diffusion
coefﬁcient) is estimated to be less than 2%. For NaCl-doped
solutions this deviation is less than 0.5% and for KCl-doped
solutions less than 1%.
It must be noted that some input parameters, like the physical
solubility of CO2 in the corresponding salt solution and the
viscosity of the salt solution (which affects the value of the
estimated corresponding diffusion coefﬁcient, see Eq. (14)),
have a strong inﬂuence on the derived reaction rate constant as
determined using Eq. (8).
In this study, the required physical properties needed in the
interpretation of the experiments (e.g. physical solubility of
CO2, diffusion coefﬁcient of CO2 in the solution) have always
been evaluated at the actual composition of the solvent used
and the actual reaction temperature of 25 ◦C. Considering the
uncertainty in the aforementioned physical parameters and the
experimental error in the current experiments, the overall un-
certainty in the reaction rate constant is estimated to be 10%.
6. Experimental results and their interpretation using the
traditional approach
For validation purposes absorption rate experiments of CO2
in “pure” sodium hydroxide/water solutions have been carried
out in the setup as described in Section 2, as for this solu-
tion many literature data on the kinetics are available. The ex-
perimental results of these validation experiments have been
evaluated according to the method described in Section 4 of
this study. The kinetic constants, as derived from the valida-
tion experiments carried out at different OH− concentrations
have been ﬁtted to an OH− concentration dependent equation
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Fig. 2. Comparison between own measurements and results as predicted by
Pohorecki for aqueous NaOH solutions.
having the form:




This equation has also been used by Pohorecki and Moniuk
(1988). The applied ﬁt criterion was the minimization
of the squared errors between the measured kOH− values
and the corresponding ﬁtted values which yielded kinfOH− =
9904m3 kmol−1 s−1, P1 = −4.51 · 10−3 kmol2 m−6 and P2 =
0.155 kmolm−3. The resulting ﬁt and the experimental data
points are depicted in Fig. 2.
The maximum relative deviation between the rate constant
derived from the present measurements and those of Pohorecki
and Moniuk (1988) amounts to 14%, obtained for a hydrox-
ide concentration of 0.8 kmolm−3. For all other concentrations
the difference between the prediction based on the experiments
from this work and the prediction by the relation of Pohorecki
was less than 10%. It can be concluded that the presently used
experimental setup and procedure yields results that agree well
with the results obtained with the correlation proposed by Po-
horecki.
Moreover, the results also again clearly demonstrate that no
real “constant” rate constant is encountered. To elucidate the
inﬂuence of different cations on the reaction rate, experiments
were carried out with NaOH-solutions to which LiCl, NaCl and
KCl were added, respectively.
To study the inﬂuence of the type of cation on the reaction
rate of CO2 in a caustic solution, various solutions have been
prepared and used. Table 4 below gives the matrix of all solu-
tions employed in this study.
The results for the absorption of CO2 in a sodium hydroxide
solution with a varying amount of LiCl are presented in Fig. 3.
Note that in Fig. 3 the kinetic constant is still expressed
Table 4
Matrix of solutions employed in the experimental study

































0.5M LiCl + NaOH




Fig. 3. Dependence of the reaction rate constant on the amount of dissolved
LiCl. Kinetic rate constant based on the use of concentrations.
using the traditional approach, i.e. the reaction rate constant is
based on the use of concentrations in the kinetic expression.
The continuous line in Fig. 3 is the curve for the kinetic rate
constant in pure NaOH solutions as obtained using Eq. (18).
As can be seen from Fig. 3 the addition of LiCl generally
diminishes the reaction rate constant as compared to a single
“pure” NaOH solution, although the diminishing effect of the
addition of LiCl is decreasing with a rising hydroxide concen-
tration. This has also been reported in literature where it was
stated that the effect of the lithium cation on the reaction rate
constant is substantially smaller as compared to the effect of
sodium or potassium cations (Nijsing et al., 1959; Pohorecki
and Moniuk, 1988).
As can be seen in Fig. 4, the sodium cation indeed has a
more distinct effect on the reaction rate constant kOH− than
the lithium ion, and that effect increases with the concentration
of sodium ions. At the highest concentration of NaCl added
(1.5M), the reaction rate constant is almost 1.5 times larger
compared to the pure NaOH solution.
The effect of adding potassium chloride to a sodium hy-
droxide solution is even more pronounced than the effect of
the addition of sodium chloride (see Fig. 5). In this case the
J. Haubrock et al. / Chemical Engineering Science 62 (2007) 5753–5769 5759






















0.5M NaCl + NaOH





Fig. 4. Dependence of the reaction rate on the amount of dissolved NaCl.
Kinetic rate constant based on the use of concentrations.






















0.5M KCl + NaOH





Fig. 5. Dependence of the reaction rate on the amount of dissolved KCl.
Kinetic rate constant based on the use of concentrations in the kinetic ex-
pression.
reaction rate constant for a 1.5,M KCl solution is almost dou-
bled as compared to a pure NaOH solution. This phenomenon
is completely in line with the previous ﬁndings of Nijsing
et al. (1959) and Pohorecki and Moniuk (1988) who reported
that the reaction rate constant for the reaction of CO2 in potas-
sium hydroxide solutions is larger than in sodium hydroxide
solutions.
From Figs. 3–5 and Table 5 it can be concluded that it is
not possible to arrive at a “constant” rate constant in case only
concentrations are used for the description of the reaction rate
expression. Moreover, for solutions with identical ionic strength
but different added salt, large differences are encountered for
the rate constants (see Table 5).
Table 5
Dependence of the reaction rate constant ktraditional on the ionic strength (I )
cNaOH Salt cSalt I ktraditional (=kOH− )
(kmolm−3) (kmolm−3) (kmolm−3) (m3 kmol−1 s−1)
0.9402 LiCl 0.5 1.4402 6769
0.9650 NaCl 0.5 1.4650 11 377
0.9638 KCl 0.5 1.4638 11 648
1.4528 LiCl 0.5 1.9528 11 621
1.4650 NaCl 0.5 1.9650 14 542
1.4503 KCl 0.5 1.9503 14 570
1.9202 LiCl 0.5 2.4202 15 612
0.9098 LiCl 1.5 2.4098 9297
1.9370 NaCl 0.5 2.4370 17 660
0.9739 NaCl 1.5 2.4739 15 736
1.9363 KCl 0.5 2.4363 20 053
0.9302 KCl 1.5 2.4302 20 869
1.4267 LiCl 1.5 2.9267 11 957
1.4125 NaCl 1.5 2.9125 22 503
1.3937 KCl 1.5 2.8937 25 780
1.9028 LiCl 1.5 3.4028 15 613
1.8850 NaCl 1.5 3.3850 26 593
1.8652 KCl 1.5 3.3652 34 272
As already proposed by Haubrock et al. (2005) the experi-
ments will be reevaluated with the aid of activity coefﬁcients.
Before it is possible to reinterpret the current results using an
activity-based approach, ﬁrst a link between the concentration
and the activity must be established. This will be done using
the equilibrium model as described in the next section.
7. Equilibrium model
7.1. Thermodynamic model
In this section the thermodynamic model used in the rein-
terpretation of the experiments will be described. For the
vapor–liquid equilibrium of the system CO2–NaOH–salt–H2O
it has been assumed that the only species present in the gas
phase, are CO2 and H2O, respectively. Furthermore, it will
be assumed that all salts added are completely dissolved. The
model presented here has been implemented in the simulation
environment gProms.
In Fig. 6 the system is schematically represented. In the liq-
uid phase CO2, H2O, OH− and the products of the chemical
reactions as depicted in Fig. 6 are present. The cations stem-
ming from the different salts are not directly taking part in the
reaction but inﬂuence the reaction rate considerably as shown
in the previous section (see Table 5). For the description of
the chemical reactions the temperature dependent equilibrium
constants of the following reactions are taken into account:
CO2 + OH−  HCO−3 , (19)
HCO−3 + OH−  CO2−3 + H2O. (20)
2H2O  OH− + H3O+. (21)
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Fig. 6. VLE and chemical reactions in the system CO2–NaOH–H2O–salt.
In the liquid phase the condition for equilibrium as deﬁned











(i · mi)i,EQ . (22)
The equilibrium constants for the reactions (19)–(21) together
with the material balances for carbon and hydrogen as well as
an electro-neutrality balance allow for the unique calculation of
the composition of the liquid phase. Activity coefﬁcients in the
equilibrium equations are introduced to take the non-ideality
of the liquid phase into account. The material balances applied
in this model are as follows:
carbon-balance: n0CO2 = nCO2 + nHCO−3 + nCO2−3 , (23)
hydrogen-balance:
2 · n0H2O + n0OH− = 2 · nH2O + nOH− + nHCO−3 + 3 · nH3O+ .
(24)
The electro-neutrality balance gives
nOH− + nHCO−3 + 2 · nCO2−3 + nCl− − nH3O+
− nNa+ − nSalt,cation+ = 0. (25)
The phase equilibrium for water and carbon dioxide is described
with the subsequent equations
p · yw · ′′w = psw · sw · aw · exp
(




p · yCO2 · ′′CO2 = HmCO2,w(T , psw) · mCO2 · ∗CO2 exp
×
(




As it can be seen from the above listed equations the
modelrequires the knowledge of a number of parameters like
the equilibrium constants KEQ1 to K
EQ
3 , the activities 
∗
i of all
species in the liquid phase, Henry’s constant for carbon diox-
ide dissolved in pure water (HmCO2,w), the vapor pressure (p
s
w),
the molar volume (vw) of pure water and the partial molar
volume (v∞CO2,w) of carbon dioxide, as well as information on
the fugacity coefﬁcients ′′w and ′′CO2 in the gas phase. These
parameters and their values are discussed in Appendix A.
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Fig. 7. Comparison of experimental data with the VLE model of
CO2–NaOH–H2O.
It should be noted that the developed VLE model has not
been experimentally validated as there is a lack of experimental
VLE data. Nevertheless, the VLE model where only sodium
hydroxide and CO2 are present has been validated with data
taken from Rumpf et al. (1998). The current thermodynamic
model predicts the experimentally determined overall pressures
within an error of 6% if low pressure values (< 1 bar) are
excluded (Fig. 7).
However, the deviation in terms of the predicted pressure at
low loadings (low pressures) can be signiﬁcant (up to 45%).
Nevertheless, in the low loading region the activity coefﬁcients
as predicted by the model—being the actual parameters needed
in the interpretation of the absorption rate experiments—are
not showing a signiﬁcant different behavior than in the high
loading regime (see Haubrock et al., 2005 for a comparison).
This means that the current prediction of the activity coef-
ﬁcients for CO2 and OH− is considered to be sufﬁciently ac-
curate to be used in the kinetic expression for at least “pure”
NaOH solutions.
It might be expected that the error in terms of VLE data
is larger for mixed electrolyte systems than for the “simple”
sodium hydroxide–CO2 system. One reason leading to this
assumption is that for NaOH/salt solutions more interaction
parameters are needed than for a NaOH solution alone, and,
moreover, not all required interaction parameters are stemming
from the same literature source (especially for solutions con-
taining LiCl). This might introduce errors in the predicted val-
ues of the activity coefﬁcients of CO2 and OH− which are dif-
ﬁcult to quantify at this stage.
8. Experimental results and their interpretation using the
activity-based approach
In Section 6 the experimental absorption rate data have been
interpreted using the conventional approach, i.e. using “only”
concentrations in the reaction rate expression. That section
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showed that there is a substantial inﬂuence of the kind of cations
being present in the solution and the concentration of the cations
on the reaction rate constant, respectively.
In this section the experimental results will be reinterpreted
using the activity coefﬁcients of the reacting species in the
reaction rate expression.
From a fundamental thermodynamic point of view the ki-
netics of reaction 1 should be written in terms of activities to
be consistent with the activity-based equilibrium constant (see
Eq. (22)). The suggested reaction rate equation for the forward
reaction of CO2 and OH− to HCO−3 is thus written as follows:
rm = kmOH−() · aCO2 · aOH− , (28)
where the activity aCO2 is equal to the product mCO2 CO2 and
the activity aOH− is equal to mOH− OH− , respectively. To ob-
tain the activity-based reaction rate constants the values as de-
rived for the concentration-based rate expression can be used.
The relation between the two of them can be shown to be (see






( −∑all ions i ciMi)(1 +∑all ions i miMi)2 .
(29)
Applying Eq. (28) is supposed to have two advantages com-
pared to the traditional concentration-based rate expression.
Firstly, the change of the solution density (especially at a higher
ionic strength) is accounted for by using molalities instead of
density dependent concentrations. Secondly, it is expected that
the introduction of activity coefﬁcients in the reaction rate equa-
tion will diminish the inﬂuence of the different ions on the reac-
tion rate constant and moreover the dependence of the reaction
rate constant on the ionic strength.
The results of applying the activity-based approach and the
traditional approach to the system NaOH–CO2–water is shown
in Fig. 8 (see also Haubrock et al., 2005).
For the NaOH–CO2–water system the difference between
molalities and concentrations in the applied range of concen-
trations was always less than 1% therefore in Fig. 8 it has been
decided to use concentrations as the x-coordinate for the sake of
simplicity. The black solid line is representing the kinetic rate
constant for the pure NaOH system according to the activity-
based approach and will be used in the following ﬁgures as a
reference to assess the results for the NaOH–CO2–salt–water
system. The activity-based reaction rate constant has a value of
approximately 16 500 kg kmol−1 s−1 and is nearly constant for
sodium hydroxide concentrations between 1 and 3 kmolm−3
(see Fig. 8).
From Fig. 8 it can be concluded that the use of activity-based
kinetics indeed results in a near constant rate constant. How-
ever, it must be noted that at lower values of the ionic strength
the value of the rate constant is somewhat lower (< 10%). This
deviation can probably be attributed on the one hand to un-
certainties in the physical parameters used in the interpretation












































Fit kOH- (Equation 18)
Fit kmOH- own measurements activity based
Fig. 8. Comparison between the kinetic constant derived with the traditional
approach and the activity-based approach for the system NaOH–CO2–water.













γCO2 + 1.5M NaCl
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Fig. 9. Activity coefﬁcients of CO2 as a function of the hydroxide concen-
tration.
of the experiments and on the other hand on the use of the
presently developed equilibrium model which is used to esti-
mate the required activity coefﬁcients.
The values of the activity coefﬁcients of CO2 and the OH−
anion according to the Pitzer equilibrium model (Section 7) are
shown in Figs. 9 and 10. The activity coefﬁcients are plotted for
the systems NaOH–LiCl, NaOH–NaCl and NaOH–KCl. For a
comparison the activity coefﬁcients of a pure NaOH solution
are also shown.
In case of a pure NaOH solution the activity coefﬁcient of
OH− steeply decreases from unity until a hydroxide concentra-
tion of 0.5M and then increases slightly again. This behavior
cannot be observed for the other solutions. This is due to the
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Fig. 10. Activity coefﬁcients of OH− as a function of the hydroxide concen-
tration.
fact that the ionic strength is equal to zero for a pure sodium
hydroxide solution at an hydroxide molality of zero (i.e. water)
whereas the doped solutions already contain 1.5mol kg−1 salt
at a hydroxide concentration of zero. Hence, the ionic strength
of the doped solutions is well above zero and therefore the
course of the OH− activity coefﬁcient of pure NaOH is differ-
ent from the others.
It can be clearly seen that the activity coefﬁcients of OH−
are well below unity for mixtures containing LiCl and NaCl
whereas the activity coefﬁcient of the KCl containing mixture
is slightly above unity. The activity coefﬁcients of CO2 for all
three salt mixtures are starting at values above unity and do
substantially increase with rising hydroxide concentration.
The activity coefﬁcient of CO2 in the three doped solutions
has a larger value at a hydroxide molality of zero. This fact
can be attributed to the higher ionic strength of the doped solu-
tions. Nevertheless the shape of the curves is not altered by the
unequal ionic strength. Looking at the structure of the equa-
tions used in the Pitzer approach (see Rumpf et al., 1998) and
keeping in mind that “only” the interaction parameter 0 (see
Table A5) is employed to calculate the activity coefﬁcients of
CO2, it could be expected that the shape of the curve would
barely change.
The CO2 and OH− activity coefﬁcients of the mixture
containing LiCl are clearly below the values for the mixtures
containing NaCl and KCl salts, respectively. Nevertheless, the
dependency of the activity coefﬁcients of CO2 and OH− on
the hydroxide concentration seems to be the same for all three
salts.
As it can be seen in Section 6 the inﬂuence of the addi-
tion of LiCl to the caustic solution on the reaction rate con-
stant is least pronounced if compared to the two other salts,
i.e. NaCl and KCl. This was also expected as in pure lithium
hydroxide solutions only a limited effect of the LiOH concen-
tration on the reaction rate constant was observed (Pohorecki
and Moniuk, 1988). In the following the impact of using activ-
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Fig. 11. Comparison of the reaction rate constant using the new approach
for NaOH solutions with added KCl in a molarity of 0.5 and 1.5KCl (see
also Fig. 5).
ity coefﬁcients in the reaction rate equation will be presented.
First the effect of using activities for the most non-ideal sys-
tem containing potassium chloride will be shown; subsequently
the three hydroxide–salt solutions will be compared among
each other.
In Fig. 11 the values of the activity-based reaction rate con-
stant for two different potassium chloride concentrations are
depicted. When compared to Fig. 5 (showing the concentration-
based kinetic rate constant) it can be clearly seen that the in-
ﬂuence of the potassium chloride concentration is dramatically
decreased and the absolute values of the reaction rate constants
for both potassium chloride concentrations are relatively close
to each other and also close to the “new” reinterpreted reaction
rate constant for pure NaOH solutions. Furthermore, the abso-
lute value of kmOH−() is only slightly (< 20%) increasing with
the hydroxide concentration for both KCl concentrations and
also for a “pure” NaOH solution.
As previously shown in Figs. 4 and 5 the values of the
“traditional” reaction rate constant with added sodium chlo-
ride and potassium chloride are increasing with rising hydrox-
ide concentration and the absolute values are all substantially
higher than those for the pure sodium hydroxide solution. Fur-
thermore, the values of the reaction rate constant for the caus-
tic sodium and potassium chloride solutions are diverging from
each other with rising hydroxide concentration.
Applying activity coefﬁcients in the reaction rate expression
considerably reduces the dependence of the reaction rate con-
stant on the ionic strength as shown in Fig. 12. The activity-
based values of the reaction rate constant kmOH−() differ—in
the investigated sodium hydroxide concentration range and for
1.5MKCl or NaCl—less than 15% and 20% among each other,
respectively.
The activity-based reaction rate constant has a value of ap-
proximately 16 500 kg kmol−1 s−1 and is nearly constant for
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Fig. 12. Comparison of the reaction rate constant using the traditional and new
approach for NaOH solutions with various salts added to it in a concentration
of 1.5M.
sodium hydroxide concentrations between 1 and 3 kmol kg−1
(see Fig. 8). With the exception of the activity based reaction
rate constant kmOH−() of LiCl doped solutions, the k
m
OH−() val-
ues of KCl and NaCl doped solutions deviate only 20% and
30% from the average kmOH−() value of a the pure sodium hy-
droxide solution, respectively.
Moreover, by applying activity coefﬁcients in the calculation
of the reaction rate constant it is possible to compensate almost
completely for the increase of the reaction rate constant with an
increasing sodium hydroxide concentration. As can been seen
from Fig. 12 this holds for all three doped sodium hydroxide
solutions as the value of the activity-based reaction rate con-
stant of one particular solution is nearly unchanged over the
investigated sodium hydroxide concentration range.
As can be seen from Fig. 12, the absolute values of the “new”
reaction rate constant for the sodium and sodium–potassium
salt solutions are merging to the same line—slightly below the
pure NaOH line—if activity coefﬁcients are applied in the re-
action rate expression. Hence, the application of activity coef-
ﬁcients in the reaction rate expression seems to reduce both the
dependence of the reaction rate constant on the hydroxide con-
centration and on the type and concentration of cations being
present in the solution.
In Fig. 13 the activity-based approach of hydroxide–salt so-
lutions is compared to the “base case” where CO2 is only ab-
sorbed in a sodium hydroxide solution.
This parity plot again clearly shows that the effect of adding
the salts NaCl and KCl to NaOH can be well accounted for by
introducing activity coefﬁcients in the reaction rate constant. In
case of LiCl doped NaOH solutions the result is still fair (within
40%) whereas it should be mentioned that the offset between
the results for a LiCl doped solution and KCl/NaCl doped so-
lutions seems to be systematic and near constant. Taking into
account the fact that the kinetic constant for solutions where































Fig. 13. Parity plot: comparison of the activity-based rate constants of pure
NaOH and NaOH solutions containing the speciﬁed salts.
either sodium or potassium ions are present have substantially
higher reaction rates—a factor 2 (NaCl) and a factor 2.5 (KCl)
at 2mol l−1 NaOH and 1.5mol l−1 salt, respectively—the ap-
plication of activity coefﬁcients in the reaction rate equation
reduces the inﬂuence on the cations and the ionic strength con-
siderably (see Fig. 13).
The remaining difference (see Figs. 12 and 13) in the absolute
values of the reaction rate constant might be explained with the
accuracy of some input data:
• The activity coefﬁcients needed for the calculation of the ac-
tivities may be inaccurate. As an example of this, the inter-
action parameters for lithium have been taken from several
different sources and it is likely that this will introduce errors.
• Furthermore, the diffusion coefﬁcients have been assumed
to be reciprocally proportional to the viscosities of the
salt (see Eq. (14)). Hence, the diffusion coefﬁcient does
strongly depend on the viscosities whereas if e.g. a modiﬁed
Stokes–Einstein relation would have been used (using an ex-
ponent of 0.8; van Swaaij and Versteeg, 1992), this inﬂuence
would have been lower. Using the modiﬁed Stokes–Einstein
relationship would have resulted in lower values of the
kinetic rate constant.
• The physical solubility of CO2 has been determined using
Schumpe’s method. A preliminary comparison with experi-
mentally derived CO2 solubilities (based on the use of the
N2O analogy) shows that this method might introduce errors
in this parameter of approximately 20%.
A further reduction or elimination of these uncertainties will
probably yield even better results for the new kinetic approach
(i.e. further reduce the inﬂuence of the NaOH concentration on
the kinetic rate constant for “pure” NaOH solutions and further
close the gap between the kinetic rate constants as observed for
NaOH solutions with different added salts).
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However, a further elimination or reduction of the remain-
ing uncertainties of the input data requires various complete
new and extensive studies and is therefore beyond the scope of
this paper. The input data as used in the evaluation of the ex-
perimental absorption rate experiments have shown to be suf-
ﬁciently accurate to be able to show the potential of the new
kinetic approach.
9. Conclusions
In this study it has been shown that the kinetics of CO2 and
OH− in aqueous salt-solutions can be reasonably described
with a single kinetic rate constant, if this constant has been
determined using an activity-based kinetic rate expression.
Both, the inﬂuence of the hydroxide concentration and the
concentration of the additionally added salt on the kinetic
rate constant, were reduced signiﬁcantly as compared to the
kinetic rate constants using the traditional, concentration-
based, approach. The reaction rate constant kmOH−() de-
rived using an activity-based approach was calculated to be
12500±2000 kg kmol−1 s−1. This relatively small range in the
kinetic rate constant is remarkable compared to the traditional
concentration-based approach where a huge (up to a factor
of ∼ 4) difference between the reaction rate constants can be
observed.
This means that in the activity-based approach, the reac-
tion rate constant is much more a real constant compared
to the traditional approach. The scatter of the “new” reac-
tion constant which can still be observed might be attributed
to errors in the required chemical/physical input data used
in the evaluation of the experimental data as e.g. the dif-
fusion coefﬁcients, physical solubility data and the interac-
tion parameters needed for the determination of the activity
coefﬁcients.
Still, overall it seems that the new approach incorporating
activities in the reaction rate expression is well suited to rep-
resent the kinetics of a non-ideal system as currently studied,
and may also be suited to describe other non-ideal systems. Be-
sides giving a uniform reaction rate constant, there is another
profound reason to apply this method, especially so for reac-
tive systems operated close to equilibrium. This is because, in
the new approach non-idealities are not lumped in the reaction
rate constant which makes the formulation of the kinetics, over
the entire conversion range, consistent with the thermodynam-
ically sound formulation of the chemical equilibrium, where
also activities are employed.
Therefore, the application of the new methodology is thought
to be very beneﬁcial especially in processes where “the ther-
modynamics meet the kinetics”. Hence, it is anticipated that
the new kinetic approach will ﬁrstly ﬁnd its major applica-
tion in the modeling of integrated processes like Reactive Dis-
tillation, Reactive Absorption and Reactive Extraction where
both, thermodynamics and kinetics, are of essential impor-
tance and activity coefﬁcients deviate substantially from ideal
behavior.
Notation
a liquid phase activity, kmol kg−1
A Debye–Hueckel parameter
A area, m2
BCO2,w mixed virial coefﬁcient CO2–water, cm−3 mol
c concentration, kmolm−3
C  third virial coefﬁcient in Pitzer’s model, Pa or bar
D relative dielectric constant of water
e proton charge, C
HCO2 Henry’s constant in the thermodynamic model,
MPa kgmol−1
He Henry’s constant, Pa m3 mol−1
I ionic strength, kmolm−3
JCO2 ﬂux, mol s−1 m−2
k Boltzmann’s constant, J K−1
k1 pseudo-ﬁrst-order reaction rate constant, s−1
kOH− second-order reaction rate constant, m3 kmol−1 s−1
kinfOH− second-order reaction rate constant at inﬁnite dilu-
tion, m3 kmol−1 s−1
kmOH−() second-order reaction rate constant activity based,
kg kmol−1 s−1
kL mass transfer coefﬁcient, m s−1
K
EQ
i chemical equilibrium constant, [–] or kgmol−1
mi molality of species i, mol kg−1
mi,j dimensionless solubility of a gas i in a solution
(solvent) j
massi mass of component i, kg
Mi molar mass, kgmol−1
n mole of substance, mol
NA Avogadro’s number
p pressure, MPa
P1 Fit parameter 1 in Eq. (18), kmol2 m−6
P2 Fit parameter 2 in Eq. (18), kmolm−3
r second-order reaction rate, kmolm−3 s−1
rm second-order reaction rate molality based,
kmol kg−1 s−1
R universal gas constant, J mol−1 K−1
T temperature, K
v partial molar volume, cm3 mol−1
V volume, m3
y mole fraction in the gas phase
z number of charges
Greek letters
i,j second virial coefﬁcient, cm3 mol−1
 activity coefﬁcient
0 vacuum permittivity, C2 N−1 m−2
 dynamic viscosity, Pa s−1
i stoichiometric coefﬁcient
 kinematic viscosity, m2 s−1
 density, kgm−3
	i,j,k ternary interaction parameter
 fugacity
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Superscripts and subscripts
EQ equilibrium
i component i or index
interface phase interface liquid–gas
j component j or index




∞ at inﬁnite dilution or inﬁnite
0 initial value
′′ gas phase
∗ normalized to inﬁnite dilution
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Appendix A. Parameters used in the equilibrium model in-
corporating the Pitzer model
The temperature-dependent equilibrium constant for water
was taken from Edwards et al. (1978) whereas the equilibrium
constants for the other two reactions have been taken from
Kawazuishi and Prausnitz (1987) (see Table A1).
Henry’s constant for the solubility of CO2 in water was taken
from Rumpf and Maurer (1993) (see Table A2). The value
of the Henry’s constant at 298K was compared to the one
measured by Versteeg and Vanswaaij (1988) which showed that
the deviation between the two constants was less than 3%.
Saul and Wagner (1987) was used to provide the equations
for the vapor pressure and the molar volume of pure water. The
fugacity coefﬁcients were calculated with the virial equation
of state truncated after the second virial coefﬁcient. The sec-
ond virial coefﬁcients of water and carbon dioxide were calcu-
lated from correlations based on data from Dymond and Smith
(1980) (see Table A3). The mixed virial coefﬁcient BCO2,w was
taken from Hayden and O’Connell (1975) (see Table A4). The
partial molar volume of carbon dioxide dissolved in water at
inﬁnite dilution v∞CO2,w was calculated according to the method
of Brelvi and O’Connell (1972) (see Table A4).
The activity coefﬁcients in the liquid phase were calculated
with Pitzer’s equation for the Gibbs energy of an electrolyte
solution (Pitzer, 1973). The semi-empirical Pitzer model has
been successfully applied by a number of authors (Engel, 1994;
Rumpf et al., 1998; van der Stegen et al., 1999) for the descrip-
tion of different electrolyte systems.
Interactions between ions and neutral molecules can also be
considered in the extended Pitzer model which is important for
systems where neutral molecules are dissolved in electrolyte
solutions as e.g. CO2 in caustic solutions. A general shortcom-
ing of the Pitzer model is that its application is restricted to
the aqueous solutions (Pitzer, 1991), however, in the present
Table A1
Equilibrium constants for chemical reactions (based on activities) lnKEQi =
Ai/(T [K]) + Bi ln(T [K]) + Ci(T [K]) + Di












b (reaction 21) −13 445.9 −22.4773 0 140.932
aKawazuishi and Prausnitz (1987).
bEdwards et al. (1978).
Table A2
Henry’s constant for the solubility of carbon dioxide in pure water
lnHCO2,w [MPa · kg · mol−1] = ACO2,w + BCO2,w/T [K] + CCO2,w(T [K]) +
DCO2,w ln(T [K])
ACO2,w BCO2,w CCO2,w DCO2,w Reference
HCO2,w 192.876 −9624.4 0.01441 −28.749 Rumpf and Maurer (1993)
Table A3
Pure component second virial coefﬁcients (273T [K]473)Bi,i [cm3 ·
mol−1] = ai,i + bi,i · (ci,i/T [K])(di,i )
i ai,i bi,i ci,i di,i Ref.
CO2 65.703 −184.854 304.16 1.4 –a
H2O −53.53 −39.29 647.3 4.3 –a
aDymond and Smith (1980).
Table A4
Mixed second virial coefﬁcients and partial molar volumes
T [K] BCO2,w (cm3 mol−1) Ref. v∞CO2,w (cm3 mol−1) Ref.
313.15 −163.1 –a 33.4 –b
333.15 −144.6 –a 34.7 –b
353.15 −115.7 –a 38.3 –b
373.15 −104.3 –a 40.8 –b
393.15 −94.3 –a 43.8 –b
413.15 −85.5 –a 47.5 –b
aHayden and O’Connell (1975).
bBrelvi and O’Connell (1972).
study this is not a limitation as attention is focused on the
CO2–NaOH–H2O–salt system.
An outstanding property of Pitzer’s model is the ability to
predict the activity coefﬁcients in complex electrolyte solutions
from data available for simple subsystems. This avoids the use
of triple or quadruple interaction parameters which are very
scarcely reported in the open literature whereas for the most
common single electrolytes binary interaction parameters are
readily available. In the extended Pitzer equation, which is de-
scribed in more detail by Rumpf et al. (1998), the ion–ion bi-
nary interaction parameters 0i,j and 
1
i,j as well as the ternary
interaction parameter 	i,j,k are characteristic for each aqueous
single electrolyte solution. These parameters are solely deter-
mined by the properties of the pure electrolytes.
In the liquid phase the reactions (19)–(21) take place. For
the computation of the equilibrium constants KEQi the activity
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Table A5
Ion–ion interaction parameters incorporated in the model (at 25 ◦C)
Interaction 102 · (0, 
) (kgmol−1) 10 · 1 (kgmol−1) 103 · C (kg2 mol−2) Ref.
Na+–OH− +8.64 +2.53 +4.40 Pitzer and Peiper (1982)
Na+–HCO−3 +2.80 +0.44 0 Pitzer and Peiper (1982)
Na+–CO2−3 +3.62 +15.1 +5.2 Pitzer and Peiper (1982)
Na+–Cl− +7.65 +2.664 +1.27 Zemaitis et al. (1986)
CO2–Na+ +12.8 – – Pitzer and Peiper (1982)
K+–OH− +12.98 +3.20 +4.1 Roy et al. (1984)
K+–HCO−3 −1.07 +0.48 0 Roy et al. (1984)
K+–CO2−3 +12.88 +14.33 +0.5 Roy et al. (1987)
K+–Cl− +4.835 +2.122 +0.84 Zemaitis et al. (1986)
CO2–K+ +9.46 Engel (1994)
Li+–OH− +1.5 1.4 – Zemaitis et al. (1986)
Li+–HCO−3 No data available
Li+–CO2−3 −38.934 −22.737 −162.859 Deng et al. (2002)
Li+–Cl− +14.94 +3.074 +3.59 Zemaitis et al. (1986)
CO2–Li+ +5.8 – – Schumpe (1993)
coefﬁcients of the following species were evaluated with the





For the sodium hydroxide–CO2–salt the Pitzer interaction
parameters applied in the Pitzer model as used in this study
will be discussed.
In the Pitzer model, as well as in other electrolyte models
(i.e. electrolyte NRTL) (Zemaitis et al., 1986), interactions be-
tween neutral molecules as well as interactions between neu-
tral molecules and anions (i.e. Cl−, OH− in this study) are
neglected. Therefore, interactions between neutral molecules
(CO2, water) as well as interactions between the anions in the
present system and the neutral molecules have not been taken
into account in the form of interaction parameters.
Parameters describing interactions between charged species
in the system CO2–sodium hydroxide–water–salt have been
taken from Pitzer and Peiper (1982). On the basis of expected
relative concentrations of the various components in the solu-
tion, the ion–ion interactions listed in Table A5 are foreseen to
be signiﬁcant. These interaction parameters have been incor-
porated as the ions or molecules will be present in high con-
centrations in the solution. It is anticipated that the interactions
between these species account for a large extent for the non-
idealities in the solution.
Parameters describing interactions between the molecule car-
bon dioxide and charged species have been considered as fol-
lows: for the interaction between carbon dioxide and salt cations
(Li, Na, K) the parameters as given in Table A5 were used.
Interactions between carbon dioxide and dissolved bicarbon-
ate or carbonate have been omitted as those interactions are
reported to be negligible (Edwards et al., 1978; Pawlikowski
et al., 1982). Due to the low concentration of H3O+ ions in the
caustic solutions, all interaction parameters between this com-
ponent and CO2 have been set to zero.
The addition of different salts to the systemCO2–NaOH–H2O
inﬂuences the activity coefﬁcients of all the components in
the system. The Pitzer interaction parameters that have been
considered in the different CO2–NaOH–H2O–salt systems and
those which are needed for the calculation of the activities are
summarized in Table A5.
As can be seen in Table A5 all required interaction pa-
rameters for the systems of interest in the present study are
available in literature. The possible effect of temperature on the
interaction parameters has been assumed to be negligible. This
basically corresponds to the assumption that the temperature
effect on the activity coefﬁcient is the same for each compo-
nent (Engel, 1994). The dielectric constant of pure water as
used in the Pitzer model was taken from Horvath (1985).
In the Pitzer model only binary interaction parameters have
been taken into account as ternary interaction parameters are
only scarcely reported in literature, especially for the mixed
electrolyte systems as used in this study. Therefore, ternary
interaction parameters have been disregarded to prevent the
possible introduction of more inconsistencies in the model.
Already at this point it can be stated that to further improve
the accuracy of the Pitzer model for the predictions of activity
coefﬁcients of CO2 and OH− in solutions as investigated in
this study, it seems necessary to carry out additional VLE-
experiments, especially at low partial pressures of CO2 and
low CO2 loadings. This would yield more reliable interaction
parameters for the systems of interest in this study and hence
more precise values of the required activity coefﬁcients. As this
was not the scope of the present study these experiments have
not been carried out at this stage.
Appendix B. Derivation of equations used in the activity-
based kinetic approach
B.1. Conversion between molalities and concentrations of
mixed salt solutions
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B.2. Relation between the activity-based rate constant and
the concentration-based rate constant
The activity-based reaction rate reads as follows:
rm = kmOH−()aCO2aOH−
= kmOH−()CO2OH− mCO2mOH−(mol kg−1solvents−1). (B.7)
The concentration-based reaction rate can be written as
r = kOH−cCO2cOH− (kmolm−3 s−1). (B.8)
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Now a ﬁnal link between the ratio of r (see Eq. (B.8)) and

















Using the last two equations gives the relation to calculate
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Appendix C. Experimental data
C.1. Experimental data for the kinetics of CO2 in “pure”
aqueous sodium hydroxide solutions
Table C1 shows the kinetic constants derived from own mea-
surements.
C.2. Applied activity coefﬁcients to derive the activity-based
kinetics for the reaction of CO2 in “pure” aqueous sodium
hydroxide solutions
Table C2 presents the activity coefﬁcients of CO2 and OH−
for the system NaOH–CO2–water.
Table C1
Kinetic constants derived from own measurements (as shown in Fig. 2)
cNaOH (kmolm−3) k1 (s − 1) kOH− (m3 kmol−1 s−1)
0.7848 10 404 13 257
0.8981 12 022 13 386
1.4852 23 862 16 067
1.9797 38 747 19 572
2.2679 48 117 21 217
2.464 55 342 22 460
2.9599 72 594 24 526
3.0076 83 849 27 879
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Raw data: absorption experiments of CO2 in salt-doped NaOH solutions
cNaOH Salt cSalt pCO2 Flux DCO2−salt mCO2−salt kOH−
(kmol (kmol (mbar) (mmol 10−9 (m3 kmol−1
m−3) m−3) m−2 s−1) (m2 s−1) s−1)
0.940 LiCl 0.5 10.4 0.673 1.51 0.519 6769
0.965 NaCl 0.5 10.3 0.826 1.50 0.486 11 377
0.964 KCl 0.5 12.5 0.857 1.50 0.498 11 648
1.453 LiCl 0.5 12.7 0.846 1.35 0.422 11 621
1.465 NaCl 0.5 11.8 0.894 1.35 0.397 14 542
1.450 KCl 0.5 15.6 0.919 1.35 0.410 14 570
1.920 LiCl 0.5 11.3 0.891 1.23 0.350 15 612
0.910 LiCl 1.5 13.9 0.638 1.46 0.432 9297
1.937 NaCl 0.5 12.6 0.893 1.23 0.329 17 660
0.974 NaCl 1.5 14.6 0.705 1.44 0.357 15 736
1.936 KCl 0.5 11.5 0.975 1.23 0.337 20 053
0.930 KCl 1.5 11.8 0.872 1.46 0.391 20 869
1.427 LiCl 1.5 15.6 0.698 1.32 0.351 11 957
1.413 NaCl 1.5 12.3 0.813 1.32 0.299 22 503
1.394 KCl 1.5 13.9 0.939 1.33 0.325 25 780
1.903 LiCl 1.5 14.2 0.725 1.20 0.290 15 613
1.885 NaCl 1.5 15.8 0.805 1.20 0.248 26 593
1.865 KCl 1.5 12.9 0.988 1.20 0.269 34 272
C.3. Raw data: absorption experiments of CO2 in salt-doped
NaOH solutions
Table C3 presents the raw data of absorption experiments of
CO2 in salt-doped NaOH solutions.
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